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The kinetics of the reaction between copper(l) and oxygen in 
aqueous chloride has been studied by an amperornetric 
technique. The rate of oxidation by oxygen was found to 
exhibit a complex dependence on the concentration of 
copper(l) and also to be inhibited by copper(ll) ions. 
Experimental evidence for the formation of peroxide as an 
intermediate in the reduction of oxygen is presented. A  
mechanism is proposed that involves single electron-transfer 
reactions, and is different to that previously published 
elsewhere. The source of the difference is attributed to the 
limited range of experimental conditions under which the 
previous work was carried out.
S. Afr. J. Chem., 1984, 37, 77 —80
Die kinetika van die reaksie tussen koper(l) en suurstof in 
waterige chloried is volgens 'n amperometriese tegniek 
bestudeer. Dit het geblyk dat die tempo van oksidasie deur 
suurstof 'n komplekse afhanklikheid van die koper(l)- 
konsentrasie toon en ook deur koper(ll)-ione gestrem word. 
Daar w ord eksperimentete bewyse gelewer vir die vorming 
van peroksied as 'n tussenstof in die reduksie van suurstof.
'n Meganism e word ook voorgestel wat enkele elektron- 
oordragreaksies behels, en verskil van wat vroeer elders 
gepubliseer is. Die verskil word toegeskryf aan die beperkte 
reeks eksperimentele toestande waaronder die vorige werk 
uitgevoer is.
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Reactions of molecular oxygen with oxidizable metal ions in 
solution at normal temperatures are, with few exceptions, 
notably slow despite the favourable thermodynamic potential 
associated with the reduction of oxygen to water. Although 
much has been published on the kinetics of the oxidation of 
simple metal ions, there is still no general agreement on the 
laws governing the rate of oxidation and the mechanisms by 
which the autoxidation of iron(II) and other metal ions 
occurs.
In the course of an investigation into the kinetics of the 
autoxidation of iron(II) in chloride solutions,1 catalysis of 
the reaction by copper ions was observed. This catalytic 
effect is conveniently interpreted as a typical ‘two-stroke’ 
mechanism, in which the oxidation of iron(II) by copper(II) 
is coupled with the reoxidation of coppcr(I) by oxygen. It 
was found that the data could best be fitted to the model if 
it was assumed that the rate of oxidation of copper(I) by 
oxygen is second-order with respect to the concentration of 
copper (I).
The only published information on the autoxidation of 
copper(I) in chloride solutions is provided by Nord2 and 
Zuberbiihler,3 who found that the rate was first-order in 
copper(I), oxygen, and protons respectively. Nord2 suggested 
a mechanism in which the rate-determining step is a reaction 
between a copper-oxygen complex ion, CuOl, and a proton. 
In view of the apparent discrepancy between our conclusions 
on the reaction order for copper(I) and those published, it was 
decided that a further investigation of the kinetics, under the 
conditions of our experiments, was justified.
In the course of this study, it was found that peroxide is a 
detectable intermediate in the autoxidation of copper(I), 
and a previous paper4 has presented the results of a study of 
the kinetics of the oxidation of copper(I) by peroxide in 
acidic chloride solutions as a necessary precursor to the work 
to  be presented in this paper.
Experimental
The rates of oxidation of copper(I) in solutions saturated 
with oxygen were measured by an amperornetric technique, 
in which the current —  owing to the oxidation of copper(I)
—  at a rotating platinum-disc electrode, potentiostatted at
0,74 V  vi a saturated calomel reference electrode, was 
followed as a function of time. Experimental details have 
been published.4 All kinetic runs were carried out under 
conditions such that the concentration of oxygen was at least 
five times that of copper(I). All runs were carried out at 25 ±
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0,1°C, and the ionic strength was maintained at 1,0m by the 
addition of sodium chloride or sodium perchlorate.
Results and Discussion
In the absence of added copper(II), plots of ln (/f — t vs 
time were found to be linear for the first 50— 80% of the 
reaction between copper(I) (2 X 10- j m) and oxygen in 
chloride solutions saturated with oxygen (10-3m). Variable 
it is the current due to the oxidation of copper(I) at time /, 
and is the background current at the completion of the 
reaction. Since (/, — ) is proportional to the concentration 
of copper(I). the linearity of these plots indicates a first- 
order dependence of the rate on the concentration of 
copper(I), the concentration of oxygen being considerably 
greater than the initial concentration of copper(I) in all 
cases. The value of the pseudo-first-order rate constant (k ')  
derived from these plots was found to increase with increasing 
acidity at constant chloride concentration, and to  decrease 
with increasing chloride at constant acidity. The value of k ' 
was found to be proportional to the oxygen concentration, 
as shown by the values of 0,120 s-1 measured in 0,5m-HC1 
solution saturated with oxygen (0,8 x 10-3m) and 0,030 s-1 
when saturated with air (0 ,2 2  x 10 - 3 m  oxygen).
In the presence of excess copper(II) ions, the rate was 
found to be appreciably reduced, and the first-order plots 
were no longer linear. At the highest concentrations of 
copper(II) used, linear plots of (ir — )“ 1 were obtained for 
the latter (50— 90% reaction) stages of the reaction. Under 
these conditions of low concentrations of copper(I) and high 
concentrations of copper(II), the dependence of the rate of 
reaction on the copper(I) concentration therefore becomes 
second-order. A simplified rate equation that accounts for 




r  + ic u 'j
(i)
where k '  is a function of the copper(II) concentration.
It was soon appreciated that, although eq. (1) approxi­
mately describes the gross features of the kinetics, it does 
not allow for the formation of considerable and variable 
amounts of peroxide as an intermediate in the reduction of 
oxygen. Thus, simple calculations of the rate of peroxide 
formation according to eq. (1), and its subsequent reduction 
as described in the previous publication, show that peroxide 
can be expected to accumulate. This was confirmed by 
experiments in which copper(I) (4mM) was reacted with 
oxygen in lM-hydrochloric acid solution. O n completion of 
the reaction {5 min), the solution was deoxygenated by 
bubbling nitrogen for 20 min. The addition of further aliquot 
portions of copper(I) revealed the presence of a residual 
oxidant equivalent to approximately 2mM-copper(I). In 
solutions of lower acidity, the amount of residual peroxide 
was found to be considerably less.
Eq. (1) can therefore be considered to take into account 
only the formation of peroxide, and a second term is 
required to describe its subsequent reaction, as follows:
d [C u ‘]
d/
A:'[Cu')“
+ 2A:[Cui ][H2Oj ] (2)
to describe the rate of reduction of peroxide b\ copper) I ), in 
which the rate constant, k , is dependent on the chloride 
concentration and is given for various conditions in Table 1 
of the previous paper.4 A similar equation can be written for 
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k” + [Cu1]
The second term is the equation that was previously found
Eqs. (2) and (3) can be solved numerically {in this case by 
the modified Euler method as quoted by McKraken and 
D orn5), and concentration-tim e profiles for copper(I) and 
peroxide can be calculated by use of the known value of k , 
and initial estimates for k' and k11 derived from the first- and 
second-order plots described above. Subsequent refinement 
of the constants was made by comparison of the calculated 
concentration-tim e profile for copper(I) with that observed 
experimentally. The agreem ent between the observed 
(points) and the calculated (line) data was generally excellent, 
as shown by the curves in Figures I and 2, which were 
calculated with the same values of the param eters for both 
sets of conditions. The graphs also include calculated profiles 
for the peroxide, illustrating that the am ount formed is 
negligible in the presence of 0,058M-copper(II), but that 
70% of the amount formed in the absence of copper(II) does 
not react. Plots of k' vs the acidity at a constant concentration 
of chloride, and vs the reciprocal of the chloride concen­
tration at constant acidity are shown in Figure 3. Despite a 
significant scatter in the data as a result of the complexity of 
the calculations involved, it is apparent that k ' is propor­
tional to the acid concentration and approximately inversely 
proportional to the chloride concentration. The parameter, 
k", was found to be independent of the acidity and chloride 
concentration, but directly proportional to  the copper(II) 
concentration, as shown by the results in Figure 4.
The experimental observations, that the rate of oxidation 
of copper(I) by oxygen can exhibit either a first- or second- 
order dependence on the concentration of copper(I), that
Ti-:, s
Figure 1 I-xpcrim cntal data ( " )  fur the reduction of oxypen H\ 
coppcr(I) (2,3 x 1(1 ‘\i)  in a solution cnntiiminp 11,K i-H H  and 1 1 .4 m - 
N jO . The lines were calculated b\ the u1-!. nt eqs t.1) and (31 v,rth k" ~ 
O.IWOs \k "  0,015m, and k lh<> m  's  '






Figure 2 Experim ental da ta  (o ) for the reduction of oxygen by 
copper(l) in the presence of copper (IF) (0,058m ); experimental details 
as in Figure 1.
Figure 3 Variation of k' with (a) the concentration of acid at a total 
chloride concentration of 1m (o ), and (b) the reciprocal of the chloride 
concentration a t an acid concentration of 0,1m (• ) .
Figure 4 Variation o f k" with the concentration o f copper(II) in a 
solution containing 0,1m-HCI and 0,9M-NaCl.
copper(II) inhibits the rate of reaction, and that peroxide is a 
detectable intermediate, strongly suggest a mechanism in­
volving two steps of comparable rate. The variation of the 
constants, k ’ and k '\  with the concentrations of acid and 
copper(II) can be accomodated in the following mechanism:
Cu1 +  H 0 2 -»  Cu" +  HOT 
HOT + H + H-,0-,
Cu' +  H;0 2 
C u 1 4- OH
C u'1 +  O H ' +  OH 





In this scheme, no account has been taken of the formation 
of chloro-complexes of copper(i) and copper(II) (vide 
infra). Reaction (7) has been shown to be rate-determining 
in the reduction of peroxide by copper{ I) . Application of the 
steady-state approximation to the intermediate superoxide 
species (HO-,) results in the following expressions for the 
rate of disappearance of copper (I):
dtCu1]
dr
2&)Ar2[Cu ] [Q2][H ] 
k _ i[Cuu] + k2[Cul]
• +  2A'4[Cu'][H20 2]





k _ , / k 2[Cuu ].
and
Cu1 +  O^ +  H + C u11 +  h o ; (4 )
The observed variations of k ’ and k" with the concentra­
tions of the various species are in accord with those predicted 
on the basis of the above mechanism. It is worthy of note 
that the inverse dependence of fc, on the chloride concen­
tration was also observed in the reduction of peroxide by 
copper(I), and can be attributed to the formation of 
kinetically inert di- and trichloro-complexes of copper(I) 
from the active monochloro-complex. Similar effects were 
found by Zuberbiihler,3 but he suggested that the un- 
complexed copper(I) ion was the only active specics. The 
apparent absence of a similar effect on Id’ is probably 
due to compensating terms involving copper(I)(&2) and 
copper(II)(A:_1).
It is interesting to compare the rates of mechanisms of the 
reduction of oxygen and peroxide by copper(I). Both re­
actions apparently occur in single electron-transfer steps, 
with the intermediate formation of radical species. However, 
the rate of reduction of oxygen is retarded by copper(II), 
whereas that of peroxide is unaffected. A study of the 
thermodynamics of the reactions involved provides a partial 
explanation of this observation. This information is sum­
marized in Figure 5, in which lines have been drawn to 
illustrate the variation in the equilibrium potentials calculated 
from published standard reduction potentials^ of the various 
couples with the pH  values of a lM-chloride solution at 
25°C. It is apparent from Figure 5 that the transfer of the 
first electron to peroxide is thermodynamically favourable, 
whereas the corresponding transfer to oxygen is thermo­
dynamically unfavourable to the extent of approximately 0,6 
V 'a t pH 1. This is probably the reason for the effect of 
copper(II) on the rate in the.latter case. Transfer of the 
second electron to H 0 2 and O H involves very favourable 
thermodynamics in both cases. It is therefore not unexpected 
that the transfer of the first electron is rate-determining in 
the peroxide reaction and, in the absence of excess copper(II), 
is similarly involved in the reduction of oxygen.
A second point to emerge from a study of Figure 5 is that














Figures Partial £ H- p H  diagram for the 0 2 - H ,0  and C uII- C u I 
systems in lM-chloride; concentrations of 10-3 m  for C u1 and H :0 2, 
and of 10_6m  for OH and H 0 2 were assumed.
the lines for the oxygen-peroxide and the copper(II)- 
copper(I) couples cross at a pH value above about 2 for a 
high ratio of copper(II) to  copper (I). This implies that the 
reduction of oxygen to peroxide should reach a pseudo­
equilibrium under these conditions. Experimental verification 
of this is provided by the results in Figure 6, which shows the 
concentration of copper(I) during reaction with oxygen in a 
solution containing 2M-NaCl and 0,03m -HC1. The initial 
part of the curve is the later portion of the normal decay of 
the copper(I) concentration. The addition of excess copper(II) 
at point A  results in a slow increase in the copper(I) 
concentration, due to reduction of the copper(II) with 
unreacted peroxide formed before point A. Removal of the 
oxygen, by the passing of nitrogen through the solution, 
results in the expected further increase in the concentration 
of copper(I) (B to C) and restoration of the oxygen flow in a 
subsequent decrease. This observation is only possible 
because, under these conditions, the rate of reduction of
5DD 1M3 15C0 20C0 25C0 3:0
f ig u re 6 Pseudo-equilibrium effects in the reduction of oxygen by 
copper(I) (initial concentration 4 x 10' 3m) in a solution containing 
fl,1)3w-HCI and 2M-NaCl; copper(II) (0 ,0 3 m ) was added a t point A, 
■tntl oxygen was removed by nitrogen at point B and restored at point C.
peroxide by copper(I) is slow enough to establish this 
pseudo-equilibrium.
This investigation has dem onstrated that the rate law 
obtained by Nord" is simply a limiting case of a more 
complex rate equation. The absence of any apparent influence 
of copper(II) on the rate, under N ord’s experimental con­
ditions of high copper(I) concentrations (up to 8  x 1CTj m ), 
is predictable, since the ratio of copper(II) to copper(I) must 
be high (at least 100) before any significant effect is noticeable. 
It is unlikely that Nord added copper(II) at concentrations 
as high as 0 .8 m . Furtherm ore, his observation that negligible 
amounts of peroxide are formed is understandable, since his 
experiments were carried out under conditions of very much 
lower oxygen concentration. His observation that the rate 
is proportional to the acidity is substantiated by the present 
results, and the value of the equivalent of A:t in his mechanism, 
of 1 ,48  x 103m -2 s - 1 , compares favourably with the present 
value of 1,25 x 103m - 2 s -  1, obtained by use of the value o ik '  
=  0 ,5  in 1m -HC1 (Figure 2).
As a result of these differences, the mechanism proposed 
by Nord, which involves the formation of a CuO; inter­
mediate, must be rejected in favour of one that does not 
permit the presence of kinetically significant amounts of 
such an intermediate. In extension of this argument, it can 
reasonably be suggested that various reported7 - 11 orders of 
reaction with respect to iron(II) in its autoxidation can be 
rationalized on the same basis, and that a more extensive 
study of the effects of iron(III) may reveal characteristics 
similar to those found in this study.
Finally, the present study has served to confirm the ob­
servation m ade1 during the study of the catalytic effect of 
copper ions on the autoxidation of iron(II), i.e. that the 
results could best be interpreted in terms of a second-order 
dependence of the rate on the copper(I) concentration during 
the oxidation of copper(I) by oxygen. Thus, during the 
oxidation of iron(II) in the presence of copper ions, the 
copper(II):copper(I) ratio must necessarily be high on both 
thermodynamic and kinetic grounds and, under these con­
ditions, eq. (I) predicts a second-order dependence of the 
rate on the copper(I) concentration.
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